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Themining,milling and reﬁning of nuclear fuels, accidents occurring
during the operation of nuclear power facilities, and nuclear fuelthe CC BY license (http://creativecommons.org/licenses/by/4.0/).
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clides (Kersting et al., 1999; Naftz et al., 2002; Roehl et al., 2005).
Radioactively contaminated ground and groundwater pose a potential
threat to a number of receptors including drinking water resources,
humans and non-human biota (Palmisano and Hazen, 2003; Stewart
et al., 2006). Also the presence of even low levels of groundwater pollu-
tion will require continued oversight, and thus may negatively impact
on the restoration of nuclear sites to beneﬁcial use (NDA, 2013). 90Sr
is a high yield ﬁssion product that if ingested can substitute for Ca in
bone (Nielsen, 2004). It is mobile in groundwater as the 90Sr2+ ion
and is a contaminant of concern at nuclear sites across the world
(Gray et al., 1995; Saunders and Toran, 1995; Standring et al., 2002;
Thompson et al., 2010). 14C is a long lived neutron capture product
that can be taken upby biota during assimilative respiration and growth
(Amiro and Ewing, 1992). 14C is an important component of all radioac-
tivewastes and is potentially very mobile in groundwater as H14CO3−.
As a result 14C is a contaminant of concern at many nuclear sites
(Aquilonius and Hallberg, 2005; Dias et al., 2009; Magnusson et al.,
2007; Roussel-Debet et al., 2006), and is known to have been
released in large quantities at some sites (e.g. 14C emissions averaged
8.13 TBq year−1 between 1994 and 2013 at the UK Sellaﬁeld nuclear
site (Tierney et al., 2016).
At Sellaﬁeld, offsite measurements of groundwater 90Sr and 14C
activities were below detection limits in 2013. However, in the same
year within the site boundary, activities of up to 42 kBq L−1 of 90Sr
and 44 kBq L−1 of 14C were reported (well above the WHO drinking
water guidelines of 0.1 and 0.01 kBq L−1 respectively (Stamper et al.,
2014)). While the WHO guidelines are not regulated concentration
limits, treatment of these groundwaters may ultimately be necessary
prior to eventual site closure. 90Sr (as Sr2+) and 14C (as HCO3–) are in
places co-located, therefore, a technique that can remove both ions in
a single process would have advantages over other methods of ground-
water treatment. Cation exchange media (e.g. zeolites and resins) are
the primary technology currently used to remove 90Sr from nuclear
plant efﬂuents, and to treat incoming plant make-up water (Marinin
and Brown, 2000; “National Nuclear Laoratory, n.d”). Their operation re-
lies on the displacement of weakly bound cations from a solidmatrix by
aqueous 90Sr2+ ions. The approach can be very effective for the removal
of high concentrations of ions from efﬂuents; however, their applicabil-
ity to low concentrations in groundwater is potentially problematic
owing to the presence of competing ions (Barton et al., 2004). Contam-
inated groundwater tends to contain Sr2+ ions in concentrations of μg/L
whereas other divalent metals such as Ca2+ and Mg2+ are present in
mg/L concentrations. The competition from these groundwater ions
for exchange sites can greatly reduce the effectiveness of any proposed
treatment scheme based on ion exchange reactions. In addition, anionic
contaminants such as 14C in bicarbonate and carbonate ions (HCO3−
and CO32−) would require a separate anion exchange process with
similar competing ion issues from non-radioactive species.
Induced carbonate precipitation is an alternative approach that
could potentially remove both 90Sr and 14C in a single process (Achal
et al., 2012; Fujita et al., 2000; Mitchell and Ferris, 2005). Calcium
hydroxide (Ca(OH)2) is a relatively low cost reagent that is produced
on a large scale for use in the construction and agricultural industries
(“National Lime Association n.d”). Addition of calcium hydroxide to
water containingHCO3− or CO32− results in the rapid precipitation of cal-
cium carbonate (Eqs. (1)–(4)) (Clark et al., 1992). Rapid precipitation of
calcium carbonate can result in the co-precipitation of other metal ions
(Curti, 1997).
Ca OHð Þ2 sð Þ⇆Ca2− aqð Þ þ 2OH− ð1Þ
CO2 gð Þ⇆CO2 aqð Þ ð2aÞ
CO2 aqð Þ þ OH−⇆HCO−3 aqð Þ ð2bÞH2CO3 aqð Þ⇆HCO
−
3 aqð Þ þHþ⇆CO32
−
aqð Þ þ Hþ ð2cÞ
Ca2þ aqð Þ þ CO32− aqð Þ⇆ CaCO3 sð Þ ð3Þ
Thus the net reaction is:
Ca OHð Þ2 þ CO2⇆CaCO3 þ H2O: ð4Þ
Coprecipitation of trace metals in carbonates occurs because of a
similarity in the valence and ionic radius of the major carbonate M2+
ion (Ca2+) and a range of minor ions (Sr2+, Fe2+, Cd2+, Cu2+). These
minor ions may replace calcium within the carbonate lattice or adsorb
to the growing mineral, causing their accumulation in the solid phase
(Curti, 1997).Much of the earlywork on coprecipitation into carbonates
focused on marine limestone and calcifying organisms (Holland et al.,
1964; Katz et al., 1972; Pingitore et al., 1992). When treating 90Sr and
14C in contaminated groundwater sub-saturatedwith respect to carbon-
ate, it is likely that the precipitate formed will undergo eventual disso-
lution. Therefore in these regimes it is likely that the groundwater will
need to be extracted and treated ex-situ to give better process control,
improve efﬁciency and facilitate the safe disposal of the radionuclide
containing carbonates that are produced.
One of the factors which may affect the efﬁciency of 90Sr and 14C
incorporation into carbonates will be the crystallization pathways the
precipitate undergoes. Neo-formed precipitates are often unstable and
their recrystallization can occur over time (Fernández-Díaz et al.,
2010). Due towide interest in the fundamentals of carbonate nucleation
and growth, the crystallization pathways that occur during the precipi-
tation of aqueous Ca2+ and CO32− and eventual transformation to ther-
modynamically stable calcite have received a lot of research attention
e.g.(Gebauer et al., 2008; Nielsen et al., 2014; Zhang and Dawe, 2000).
Ostwald's rule of stages describes oneof the common causes ofmorpho-
logical transitions during precipitation (Ostwald, 1897). The rule states
that during nucleation the ﬁrst formed phase is the most kinetically
accessible, but this may not be the most thermodynamically stable. As
precipitation progresses the kinetically accessible phase will transform
to a thermodynamically stable one, potentially thorough a series of
intermediaries. The consequences of recrystallization for trace metal
co-precipitation have not yet been fully determined.
This paper reports an investigation of 14C-carbonate and Sr uptake
during calcium carbonate precipitation in both closed systems and
systems that were open to atmospheric CO2. We have characterized
the crystallization pathways that were observed and the associate
effects on 14C and Sr uptake. A simple kinetic model is then proposed
which identiﬁes the controlling factors at different stages of the alkaline
precipitation process, and indicates reaction stages that control the rate
of 14C and Sr uptake. Finally, the implications of the experimental results
for a low cost treatment scheme for 14C/90Sr contaminated groundwater
are discussed.
2. Experimental section
Calcium carbonate precipitation from alkaline solutionswas investi-
gated in triplicate batch experiments conducted in 500 mL polypropyl-
ene conical ﬂasks (ThermoFisher Scientiﬁc, USA). The initial solution
comprised of 100mL of 0.01MNaOH. This solutionwas used to provide
an initial pH of 12 as it has been shown that at pH b 10 atmospheric
exchange of 14C is signiﬁcant (Boylan et al., n.d.). Sr was added as
SrCl2 ⋅6H2O to a concentration of 0.114 mM Sr2+ (10 ppm) and 14C
was added as Na214CO3 to an activity of 100 Bq mL−1. These concentra-
tions were used because they are easily measureable but remain close
to the observed contamination levels at Sellaﬁeld (see S.I. S9). Natural
groundwater Sr concentrations are low so the treatment strategy is to
remove all aqueous Sr, thus it was unnecessary to use radiostrontium.
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meant it is important to understand the fate of aqueous 14C. The solution
wasmixed by swirling on an orbital shaker. Calciumwas then added as
solid Ca(OH)2 to a concentration equivalent to 10 mM, and simulta-
neously carbonate was added as Na2CO3 to concentrations of 1, 5, 10
and 100 mM. Thus the initial Ca2+:CO32− ratios were 10:1, 10:5. 10:10
and 10:100 (mM:mM) (hereafter referred to as [Ca]10:[CO3]1 etc…)
Air-permeable foam bungs were placed in the top of the conical
ﬂasks to prevent sample contamination, and the ﬂasks were placed on
an orbital shaker at 100 rpm for 200 h. Periodically the temperature
and pH of the solutions in the ﬂasks were measured and sub-samples
were taken for chemical andmineralogical analysis. The sampling inter-
val was increased from 30 s to 200 h as the experiment progressed to
give data at approximately equal intervals of log(time).
Separate closed system experiments were carried out in 40 mL
sealed reaction vessels with minimal headspace. These were run for
24 h and sampled at the same time intervals as the open system
experiments.
3. Chemical analysis
Temperature and pH were measured using an Orion 420 pH meter
with a VWR SJ113 probe calibrated at pH 4.01, 7.0 and 10.01. All aque-
ous samples were ﬁltered using 0.2 μm Polyethersulfone hydrophilic
ﬁlters. Sub-samples for metal analysis (0.5 mL) were added to 9.5 mL
of 0.1 M Aristar® grade HNO3 (VWR International, USA) for storage
and analysed using inductively-coupled plasma, optical emission spec-
trometer (Thermo iCAP 7400, Thermo Fisher Scientiﬁc, Inc, USA). 14C
was measured by liquid scintillation counting (Tri-Carb 2100TR,
PerkinElmer, USA); sub-samples of 0.5mLwere added to 9mL of Hionic
Fluor Liquid Scintillation Cocktail (PerkinElmer, USA) and 100 μL of 2 M
NaOH and stored in the dark for 24 h before counting.
TIC (Total Inorganic Carbon) was analysed in a parallel series of
experiments using the same starting conditions (excluding 14C).
Filtered aqueous sampleswere stored in 1.5mL Eppendorf vials and fro-
zen to prevent degassing of CO2. TIC determinationsweremade by Flow
Injection Analysis (FIA) following themethod of Hall and Aller (Hall and
Aller, 1992).
4. Mineralogical analysis
A series of sacriﬁcial experiments were carried out to recover solids
for X-ray diffraction (XRD) and scanning electron microscope (SEM)
analysis from the [Ca]10:[CO3]1 experiment. These employed the
same starting conditions (excluding 14C) as the precipitation experi-
ments described above. Periodically an entire replicate was sacriﬁced
and the solution was passed through a Buchner ﬁlter with Sartorius
Stedim Polycarbonate Track-Etch Membrane ﬁlter paper. Solids were
washed with isopropyl alcohol, and then stored in a desiccator.
The mineralogy of solids recovered by vacuum ﬁltration was
analysed using a Bruker D8 XRD with a Cu Kα source. Rietveld analysis
(Rietveld, 1969) was carried out using Topas 4–2 to calculate relative
proportions of carbonate polymorphs and Ca(OH)2. The morphology
of precipitates was observed using a FEI Quanta 650 FEG SEM. This
also enabled observations to bemade on changes in crystal sizedistribu-
tion and morphology, as well as looking for amorphous intermediaries.
5. Results
5.1. pH
The pH of all the precipitation experiments displayed a similar
pattern with time regardless of the initial Ca2+:CO32− molar ratio
(Fig. 1). In all cases the pH was initially fairly stable at a value
12.2 ± 0.3 for approximately 24 h, and then decreased with time until
the end of the tests. The rate of pH changewasmore rapid in experimentswith lower initial CO32− concentrations. The experimental series displayed
a systematic increase in ﬁnal pH, from 9.0 for [Ca]10:[CO3]1 to 10.1 for
[Ca]10:[CO3]100. Temperature measurements indicated a temperature
of 19.6 °C ± 0.8 during all experiments.
5.2. Calcium
The Ca concentration varied systematicallywith the initial Ca2+:CO32−
molar ratio. Experiments where Ca2+ was present in molar excess to the
initial amount of CO32− exhibited signiﬁcant Ca2+ concentrations in
solution (N10% Co) for at least the ﬁrst 8 h, before this dropped to b1%
Co. In contrast, the Ca2+ concentration in experiments where there
were initially equal amounts of Ca2+ and CO32, or an excess of CO32−,
dropped rapidly to b1% Co over the ﬁrst 5 min. In all experiments the
Ca2+ concentration reached a minimum of 11.6 μM± 1.1, before there
was a slight increase contemporaneously with the decrease in pH. The
ﬁnal Ca2+ concentration was 21 μM± 10 in all tests.
5.3. Strontium
The strontium concentration decreased from 114 μM to 0.02 μM±
0.10 in all experiments. In all cases Sr removal from solution started
after most of the Ca (N80%) had been removed from solution. The
[Ca]10:[CO3]5 experiment displayed a pause in Sr removal between
8 min and 6 h. Strontium showed a similar remobilization to calcium
after 100 h increasing from 0.02 μM± 0.10 to 0.40 μM± 0.20 by 200 h.
5.4. TIC
All experiments displayed an initial decrease in TIC concentration
lasting until 8min in high Ca2+:CO32−molar ratios and 50min in exper-
iments with low Ca2+:CO32− molar ratios. In experiments with high
Ca2+:CO32 molar ratios the initial decrease in TIC was followed by an
interval of uniformly low TIC after which TIC began to accumulate.
Experiments with low Ca2+:CO32− molar ratios did not display this
interval of uniform TIC concentration, but instead showed immediate
TIC accumulation following the initial depletion.
5.5. Carbon-14
Carbon-14 removal varied systematically with the experimental
conditions. Maximum removal (99.7%) was observed at 50 min during
the [Ca]10:[CO3]1 experiment. However this experiment also displayed
a signiﬁcant remobilization starting after 50min, which reached amax-
imum after 72 h. Experiments with higher Ca2+:CO32− molar ratios
displayed progressively less 14C removal but with lower remobilization.
5.6. Morphology
The XRD analysis of precipitate recovered from the [Ca]10:[CO32−]1
sacriﬁcial experiments showed that the initial precipitate (t =
1.5 min) was calcite, and that this was the only new crystalline phase
identiﬁed during the experiments (Supporting information Section 1).
SEM analysis indicates an elongate morphology characterized by an
average length of 490 nm and width of 110 nm was present after
1.5 min, which displayed growth along the elongate axis to 590 nm by
110 nm by 50 min (Fig. 2). After 50 min the morphology of the precip-
itate changed, becoming more isotropic (460 nm by 410 nm). This
transition was complete by 190 h.
5.7. Closed system
Closed system (Supporting information Section 2) displayed a stable
pH N 12 throughout the experiments. Initial calcium trendswere similar
to those observed in the equivalent open system experiments. In exper-
iments where there were initially equal amounts of Ca2+ and CO32, or an
Fig. 1. Solution composition for the open system experiments alongsidemodel data computed in PHREEQC. Themodel for 14C removal was run until max TIC depletionwhich occurred at
50 min, after which in-gassing became important. All other data was modelled for 72 h. (Data tables are included in SI S3).
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initial concentrations (Co) over the ﬁrst 5 min; but where Ca2+ was
present in molar excess, a signiﬁcant aqueous Ca2+ concentrations
developed over the ﬁrst hour. However, in the closed [Ca]10:[CO32–]1
system there was no subsequent drop in aqueous Ca2+ concentration
at longer time periods. Near complete strontium removal occurred in
the systems where [CO32−] ≥ [Ca2+], but very little strontium removal
was observed where Ca2+ was present in molar excess to CO32−. A
small amount of strontium was remobilized after 24 h in the experi-
ment where initial Ca2+ and CO32− concentrations were close to
stoichiometric balance. The removal of 14C was less effective in the
closed system experiments than in the equivalent open systems (e.g. a
maximum of ~90% removal was observed in the closed [Ca]10:[CO32−]1system versus 99.7% removal in the open systems), but there was no
signiﬁcant remobilization of 14C over time.6. Interpretation
The pH of all the precipitation experiments was initially controlled
by NaOH (pH N 12) and the subsequent rapid dissolution of Ca(OH)2.
Where there was in-gassing of atmospheric CO2, the pH was buffered
downwards by hydroxylation (Eq. (2b)), and the system transitioned
to a carbonate buffered (pH ~9) system after 24 h. Closed system exper-
iments did not show this pH drop due to the lack of atmospheric CO2
in-gassing.
Fig. 2. Histograms displaying crystal width:length ratios of N100 crystals at 6 time points throughout the [Ca]10:[CO3]1 experiment, with key SEM images for illustration.
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it became saturated. The [Ca]10:[CO32−]1 and [Ca]10:[CO32−]5 experi-
ments displayed an increase in the concentration of Ca2+ corresponding
to this dissolution between 30 s and 50 min. The rate of increase will
have been a function of both Ca(OH)2 dissolution and calcium carbonate
precipitation. Once the solid Ca(OH)2 was exhausted, all the open ex-
periments displayed a trend of decreasing aqueous Ca2+ concentration
with time. Thiswas due to the precipitation of calcium carbonate,which
is supported by both the SEM images and the XRD analysis of the
[Ca]10:[CO32−]1 system. Where there was stoichiometric excess of
CO32− in the initial solution the removal of Ca2+ was rapid, because
Ca2+ from the dissolving Ca(OH)2 was able to react immediately with
CO32− in the initial solution. These systems displayed a rate of calcium
carbonate precipitation that was controlled by the rate of Ca(OH)2dissolution. In the [Ca]10:[CO32−]1 and [Ca]10:[CO32−]5 experiments,
where there was stoichiometric excess of Ca2+, the aqueous Ca2+
concentration initially increased, and only decreased once the solid
Ca(OH)2 was exhausted and in-gassing of atmospheric CO2 into the
alkaline solution resulted in calcium carbonate formation. In these
systems the rate of calcium carbonate formation was controlled by
the rate of CO2 in-gassing once the CO32− in the initial solution was
exhausted.
The control of CO2 in-gassing for the calcite precipitation rate is
supported by the TIC trend, which displays depletion to minimum
values within 8 min in experiments with initial stoichiometric excess
of Ca2+. This depletion was followed by an interval where TIC was
maintained at low concentrations, indicating any TIC in-gassing was
being rapidly used by carbonate precipitation. Experiments with initial
340 D.J. Hodkin et al. / Science of the Total Environment 562 (2016) 335–343stoichiometric excess of CO32− also show an initial depletion of TIC.
However, this depletion was immediately followed by an increase in
TIC (observed at the end of all experiments) caused by in-gassing of
CO2 in the absence of carbonate precipitation.
The initial morphology of solids recovered from the sacriﬁcial
[Ca]10:[CO3]1 experiments was similar to that observed by Jung et al.
(2000) under excess Ca conditions. It was suggested that the elongate
shaped calcite results from excess Ca adsorption at the growth surface
of the rhombohedral {104} faces which slows their growth. After
50 min a transition from elongate to isotropic calcite occurred which
continued until the end of the experiment at 198 h. The cause of this
transition is unclear as it initiated around the peak aqueous Ca2+
concentration when aqueous CO32− was negligible (an interval during
which the elongate form should be strongly favoured).
7. Modelling
Kinetic modelling was carried out using PHREEQC version 3
(Parkhurst and Appelo, 2013) and the Hatches database (Cross and
Ewart, 1991) to better explain the key trends observed in the data
(the full input text is available in Supporting information Section 4).
Review of the data suggests the variation in the bulk chemistry of the
reaction with time depends on the kinetics of at least three processes:
the rate of Ca(OH)2 dissolution, the rate of calcite precipitation, and
the rate of CO2 in-gassing.
Calciumhydroxide dissolutionwasmodelled using the rate equation
(Eq. (5)) proposed by Johannsen and Rademacher (1999).
RPort ¼ kb  Sp  Ksp−α Ca2þ
n o
 α OH−f g2
 
ð5Þ
Where Sp is the surface area of Ca(OH)2(S) and α{X} is the aqueous
activity of X (calculated in PHREEQC from aqueous concentration
using theDebye-Hückel formula (Parkhurst andAppelo, 1999)). Implic-
itly equation (Eq. (5)) assumes that the rate limiting step controlling
the rate of the reverse reaction is a tri-molecular elementary reaction.
The forward and reverse constants suggested by Johannsen and
Rademacher are kf = 1 × 10−5 mol L−1 s−1 m−1 and kb =
2.1 L2 mol−2 s−1 m−2 at 20 °C (Johannsen and Rademacher, 1999).
The ratio of the forward and reverse rate constants imply a solubility
product for calcium hydroxide dissolution of 4.8 × 10−6. This value is
fractionally lower than the commonly used value of Ksp = 5.5 × 10−6,
(Lide, 2001) but the difference is probably associated with the sensitiv-
ity of the reverse reaction to the amount of solid present (Johannsen
and Rademacher, 1999). A speciﬁc surface area of 4.18 m2 g−1 was
derived from BET measurements of the Ca(OH)2 starting material
(Supporting information Section 5). In order to account for decreasing
particle size during the dissolution the initial surface area was multi-
plied by the ratio of current moles to initial moles of Ca(OH)2(s). The
initial amount of Ca(OH)2 added to the system was assumed to be
9.2 mmol (rather than 10 mmol) to account for the 8% ± 3% calcite
impurities observed in the Ca(OH)2 stock, identiﬁed by XRD and quan-
tiﬁed by Rietveld analysis.
Estimating the surface area of Ca(OH)2(S) from its mass would slightly
underestimate the rate of dissolution if the Ca(OH)2(S) consisted of
uniform equidimensional particles, as volume would decrease with the
nominal particle sizemore quickly thanwould the surface area. However
if the Ca(OH)2(s) assemblage contained a range of particle sizes, then the
complete dissolution of ﬁne crystals on short time scales would result in
a decrease in the overall dissolution rate over longer time periods. Sepa-
rate Ca(OH)2 dissolution experiments were conducted to investigate the
rate of Ca(OH)2(S) dissolution under the conditions used in this study
(Supporting information Figure S3). These show that the rate equation as-
sumed in the model underestimates the rate of dissolution over the ﬁrst
2 min, and then overestimates the rate slightly; however, the Johannsenand Rademacher rate equation provides a good approximation to the
observed data.
The Nancollas and Reddy model (Nancollas and Reddy, 1971) was
used to predict calcium carbonate precipitation rates. This model was
selected as it is based on the direct reaction of Ca2+ ions with CO32−
ions to form CaCO3 (Eq. (6)), which is believed to be the main reaction
pathway at pH N 9 (Inskeep and Bloom, 1985).
RCal ¼ kf  Sc  α Ca2þ
n o
 α CO32–
 
−Ksp
 
: ð6Þ
Where kf is the second order rate constant for calcite precipitation
(kf = 118 dm mol−1 m−2 s−1 (Inskeep and Bloom, 1985)), Ksp is the
solubility product constant for calcite (Ksp = 10−8.44 (Lide, 2001)),
and Sc is the calcite surface area available for reaction. The surface area
of neo-formed calcite could not be derived from BET analysis due to
low precipitate yields as well as the presence of Ca(OH)2 alongside the
early formed precipitate. Surface areas were instead calculated from
the average crystal dimensions from SEM images (Fig. 2) using an
assumed calcite density of 2.7 g cm−3 and assuming a cubic shape for
rhombic crystals and a cylindrical shape for prismatic crystals. Due to
the presence of small masses of high surface area cylindrical crystals
early in the experiment, which transformed and grew to higher masses
of lower surface area rhombic crystals by the end of the experiment, the
surface area likely remained relatively constant. However due to uncer-
tainties in themass of CaCO3 precipitated at early time points a value of
5.4 m2 g−1 was used, which reﬂects themaximum surface area associat-
ed with the rhombic endpoint (based on the conversion of 10 mM of
Ca(OH)2 to CaCO3). The estimated calcite surface area value used is con-
sistent with those observed in the literature (Supporting information
Section 6).
The chemical equation for the uptake of CO2(aq) into an aqueous so-
lution are shown in Eq. (2) (Clark et al., 1992). Deprotonation reactions
such as (Eq. (2c)) are rapid in aqueous solution, therefore, in systems
not limited by mixing, the rate at which atmospheric CO2 enters solu-
tion will be controlled either by dissolution (Eq. (2a)) or hydroxylation
(Eq. (2b)).
Noyes et al. (1996) suggest that the dissolutionof CO2 into an aqueous
solution can be explained by contact between a gas phase and a homog-
enous solutionwhen the reaction vessel was stirred vigorously enough to
prevent a saturated surface layer forming. They report that gas dissolution
ﬂux of CO2 per unit interface area (mol cm−2 s−1) was:
JCO2 ¼ ktr  CO2 aqð Þ
 equilibrium− CO2 aqð Þ
  
: ð7Þ
Where ktr is the exchange coefﬁcient (ktr = 5.4 × 10−4 cm s−1),
[CO2(aq)] is the aqueous concentration of CO2 and [CO2(aq)]equilibrium is
the aqueous CO2 concentration at equilibrium, calculated by Henry's
law (Eq. (8)) (Atkins and De Paula, 2006):
CO2 aqð Þ
 equilibrium ¼ KH  PCO2: ð8Þ
Where PCO2 is the partial pressure of CO2 in the atmosphere
(PCO2 = 4 × 10−4) and KH is the Henry's law constant (KH =
0.034 mol L−1 atm−1 for the dissolution of CO2 in water (Sander,
2015)). Thus [CO2(aq)]equilibrium is 1.36 × 10−5 mol L−1. The maximum
rate of CO2 dissolution will occur when [CO2(aq)] = 0 and is equal to
7.34 × 10−9 mol cm−2 s−1. If the solution surface area in a 100 mL
ﬂask is 56 cm2 (10.5 cm diameter) the CO2 dissolution rate will be
1.48 mmol hr−1.
The subsequent hydroxylation of this CO2(aq) by hydroxyl ions will
have a forward reaction rate of the form:
Rhyd ¼ khyd  CO2 aqð Þ½   OH−½ : ð9Þ
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1956). The theoretical maximum hydroxylation rate occurs when
there is an equilibrium between atmospheric and dissolved CO2. At
pH 12.3 ([OH–] ~ 0.02 mol L−1), which equates to a rate of
5777 mmol L−1 h−1. Thus in a 100 mL solution at pH 12.3 the
theoretical maximum hydroxylation rate of CO2 is 578 mmol hr−1.
This suggests that in a highly alkaline system, that is initially very
under-saturated with respect to carbonate species, the CO2 dissolution
rate will control the carbonate ﬂux.
Fig. 3a shows the variation in Ca2+(aq) in the [Ca]10:[CO3]1 test for
the time period between 50 min and 24 h. This system has a stoichio-
metric excess of Ca2+ and during this time period (after the calcium
hydroxide had dissolved but while the pH N 12) it is believed that the
aqueous calcium concentration is controlled by the CO2 ﬂux to solution.
If this assumption is correct, the experimental observed ﬂux of CO2
into solution is constant during this time period, and equivalent to
0.25 mmol hr−1 into 100 mL of solution.
Fig. 3b shows the increase in TIC in the [Ca]10:[CO3]10 test for
the time period between 50 min and 72 h. This system was initially in
stoichiometric balance, but the data are for the time period once Ca2+
had been removed from solution, andwhile the pH N 12. During this pe-
riod it is believed that the dissolved TIC concentration is controlled by
the CO2 ﬂux to solution. If this assumption is correct, the experimental
observed ﬂux of CO2 into solution is constant during this time period,
and is equivalent to 0.22 mmol hr−1 into 100 mL of solution. This is
very similar to the CO2 ﬂux observed in the [Ca]10:[CO3]1 test, and
both about one sixth of the theoretical maximum dissolution ﬂux of
1.48 mmol hr−1 calculated from (Eq. (8)).
ThemaximumCO2(g) dissolution rate predicted by (Eq. (8)) is equiv-
alent to consuming the total amount of CO2 in the headspace of a
500 mL conical ﬂask (~500 mL) in ~40 s. The neck of the conical ﬂasks
was “stoppered” with foam bungs designed to stop contamination
with atmospheric dust, but allow gas exchange with atmosphere by
diffusion. It is probable that diffusion through the foambungwasunable
to match themaximum rate of CO2 dissolution, and the partial pressure
CO2within the head-space of the ﬂaskwas below its atmospheric value.
An atmospheric PCO2 of 6.75 × 10−5 (1/6th atmospheric) yields a
forward rate consistent with the experimental data.
The experimental rate begins to deviate from 0.25mmol hr−1 as TIC
accumulates in solution. As TIC accumulates the [CO2(aq)] will increase
and the reverse term in equation (Eq. (7)) becomes important. Without
this reverse term the in-gassingwould proceed unrestricted and predict
a lower than observed ﬁnal pH (Supporting information Section 7).
PHREEQC distributes CO2(aq) into the H2CO3 “pool” therefore the
[H2CO3] was used in the model in place of [CO2(aq)]. This reverse rateFig. 3. a) Excerpt from the [Ca]10:[CO3]1 Ca plot between 50min and24 h. b) Excerpt from
the [Ca]10:[CO3]10 TIC plot between 50 min and 72 h.will therefore be an overestimation of the out-gassing. However due
to the low concentrations of H2CO3 and CO2(aq) at high pH this effect
will be minimal. Supporting information Figure S4 shows that the
models including and excluding the reverse term are able to bracket
the observed data.
Carbon-14 removal was modelled assuming its removal would be
proportional to that of initial TIC, and that isotopic affects are minimal.
The 14C C/Co modelling shown in Fig. 1 is terminated at the point of
maximum 14C removal (after the initial TIC is depleted) as CO2 in-
gassing affects this trend. This was the case for all systems apart from
the [Ca]10:[CO32−]1 experiment which showed signiﬁcantly more
rapid 14C depletion than TIC. This could be due to errors in the TIC
measurements (near to the limit of detection), which become less
signiﬁcant at higher concentrations.
Sr removal was modelled assuming that (Sr,Ca)CO3 is an ideal solid
solution with a distribution coefﬁcient of 0.057. This value was
chosen as an average of experimental values (Supporting information
Section 8) and concurs with literature values (Curti, 1997).
8. Discussion
Carbon-14 uptake was controlled by the depletion of TIC from
solution. Thiswas achievedmost effectivelywhere therewas a stoichio-
metric excess of Ca2+ in solution. However, a recrystallization process
which started after about 50 min caused a remobilization of 14C to the
solution. This remobilization indicates that the recrystallization
involved a signiﬁcant amount of dissolution which returned the lattice
material to the solution, where the 14C was diluted by 12CO2 derived
from in-gassing. Between 50min and 24 h the remobilization observed
in the [Ca]10:[CO32−]1 experiment was limited and 14C removal
remained N89%. In this case the remobilization was limited because
the 14CO32− was released into a solution with high Ca and low TIC and
was therefore re-precipitated. After 24 h TIC began to accumulate in so-
lution and so 14CO32− released by recrystallization also accumulated in
solution. This suggests that if a net negative ﬂux of TIC was maintained
during the recrystallization 14C would not accumulate in the solution.
In the closed system experiments the lack of CO2 in-gassing ensured
minimal TIC in solution to dilute any 14C remobilized. However, this lack
of CO2 appears to have resulted in a lower 14C removal across all exper-
iments, likely due to the lower overall volume of calcite precipitated.
Sr removal was in excess of 97% under all experimental conditions
(the maximum observed removal was 98.6% in the [Ca]10:[CO32−]1
experiment). Sr removal occurred within the ﬁrst 8 min in experiments
with a stoichiometric excess of TIC, this Sr removal was associated with
a depletion of Ca. Experiments with stoichiometric excess of Ca displayed
a lag before the removal of Sr. Between 6 and 24 h 4.4 mmol of Ca (47%)
was precipitated, accompanied by 0.78 ppm of Sr (7.8%). During the
following interval (24–48 h) 1.2 mmol of Ca was precipitated (13%), ac-
companied by 8.4 ppm of Sr (84%). This suggests that an incorporation
mechanism was operating between 24 and 48 h that was not occurring
during the preceding interval.
A possible mechanism that explains the observed changes in Sr
uptake involves the mode of Sr adsorption to the calcite surface. As
Sr2+ concentration increases relative to Ca2+, Sr incorporation may
proceed via a strontianite like precursor rather than simple substitution
for Ca in calcite (Parkman et al., 1998), producing a higher overall Sr
uptake to solids (as observed in the later stages of our experiments).
Further work would be required to prove this mechanism, however
the results are consistent with a more effective incorporation route
following the depletion of solution Ca; potentially indicating that the
concentration of Sr relative to Camay play a role in the effective removal
of Sr. The [Ca]10:[CO32−]5 experiment showed composite behaviour of
the two series. Initially Sr was removed rapidly due to low concentra-
tion of Ca in solution simultaneouswith dissolution of Ca(OH)2 and pre-
cipitation of CaCO3. Following this initial depletion there was a period
during which Sr concentration remained stable (±0.1 ppm). This is
342 D.J. Hodkin et al. / Science of the Total Environment 562 (2016) 335–343due to the accumulation of Ca in solution following the dissolution of
Ca(OH)2 into a TIC depleted solution.
A similar strontium removal from solution was achieved in all sys-
tems. It is possible that Sr was also remobilized during calcite recrystal-
lization in the [Ca]10:[CO32–]1 experiment, however, in contrast to the
situation with 14C, there is no additional source of M2+ cations in the
solution, and as such, Sr was immediately re-precipitated and did not
accumulate in solution.
The Sr and Ca concentration at the ﬁnal time-points in all experi-
ments were higher than the concentrations at the penultimate time
points. This is a function of decreasing solution pH, which will have
caused the dissolution of calcite. In the experiments where there was
an initial stoichiometric excess of Ca2+ there is a loss of 14C from solu-
tion in the ﬁnal stages of experiments. These experiments reached a
ﬁnal pH b 9.3, and so this loss is attributed to isotopic exchange of aque-
ous 14C with atmospheric 12CO2, which has be found to be a signiﬁcant
process in solutions with pH ≤ 9.3 (Boylan et al., n.d.).
9. Implications for groundwater treatment
A representative composition for groundwater in the Sellaﬁeld
Separation Area is reported in (Supporting information Section 9)
(Graham, 2013). Dosing such groundwater with calcium hydroxide to
produce a solution with a pH N 12 and a stoichiometric excess of Ca2+
over CO32– (i.e. conditions similar to those in the [Ca]10:[CO32−]1 exper-
iment) is a promising method for removing 14C and 90Sr. This would be
most effective if it were operated as a two stage treatment scheme. The
ﬁrst stage would comprise of adding Ca(OH)2 in a closed system to
remove TIC, and thus the 14C, from solution. After separation of the
precipitate, the aqueous efﬂuent would then be sparged with air to
promote CO2 in-gassing and induce further carbonate precipitation,
which would co-precipitate the 90Sr and decrease the pH. Based on
the amounts of chemicals required to achieve the desired ratio of
[Ca]10:[CO32−]1 this treatment would have a reagent cost of approxi-
mately $0.22/m3 (Supporting information Section 10).
Mass balance calculations were carried out using the maximum
removal efﬁciencies of 99.7% for 14C and 98.6% for Sr observed in our
experiments (from the Ca 10 mM: 1 mM CO32− experiment). These
removal efﬁciencieswere extrapolated to a treatment scheme involving
12.3 mM Ca and 1.23 mM CO3−2 based on the most contaminated
groundwater at Sellaﬁeld (14C = 50 kBq L−1; Sr = 44 kBq L−1;
~0.01mMtotal Sr). The radioactive contaminants are distributedwithin
the total DIC and Sr. The DIC and Sr concentrations are similar, or in the
case of Sr, lower than experimental concentrations. Therefore, the Sr
removal efﬁciency used may be conservative. The potential effects of
other Sellaﬁeld groundwater ions, such as Mg2+ and SO42−, that are
known to affect calcite crystallization pathways at high concentrations
(Bots et al., 2011), is expected to be minimal due to the low concentra-
tion of these ions (~0.2 mM) in the groundwater. These calculations
suggest that 1 m3 of the most contaminated groundwater present at
Sellaﬁeld would precipitate 287 g of calcite during the 14C removal
phase, which would contain 49.85 MBq of 14C. The 90Sr removal phase
would yield a further 943 g of calcite which would contain 43.38 MBq
of 90Sr. This would constitute a material with a total β activity of
75 GBq/ton (N6× the upper limit for Low Level Waste (Laker et al.,
2010)); however, treatment of lower activity groundwater would in
practice produce materials with much lower activities.
This process would also produce discharge water containing
0.15 KBq L−1 of 14C and 0.62 KBq L−1 of 90Sr. This efﬂuent could be
further treated by Ion Exchange media (having reduced the competing
ions Ca and Mg during the calcite precipitation process) or simply
discharged, depending on acceptable discharge limits. The proposed
treatment would also produce an efﬂuent stream buffered to pH b 9
(which is typically a desired pH limit for efﬂuent discharges to surface
waters (Mayes et al., 2009)). Finally, it is noted that the proposed
two-stage treatment scheme would create separate waste productsfor 14C and 90Sr and does not result in an increase in liquid volume.
Therefore, this treatment shows signiﬁcant potential as a working
remediation technique but further work is still required to understand
how the proposed treatment scheme would function in site speciﬁc
groundwater regimes. For example it is not known how the presence
of Mg2+ and SO42− in groundwater would affect the treatment (as
these groundwater ions can affect the morphology and allotropes of
carbonate precipitates (Bots et al., 2011)), or how the treatment
efﬁciencies would scale to a smaller Sr2+concentrations (i.e. 1.4 μM vs
114 μM). The overall cost effectiveness of this treatment will also be
affected by in-situ rates of contaminant desorption/dissolution from
solids, whichmay result in the need for continued groundwater removal
and treatment over long time periods.
10. Conclusion
The precipitation of calcium carbonate has been shown to be a viable
mechanism for the removal of 14C and Sr from a solution. Overall, the
maximum achieved removal of 14C and Sr was 99.7% and 98.6% respec-
tively. However, the chemical and morphological data suggest that the
crystallization pathways involved in precipitation can have a signiﬁcant
impact on the removal of 14C from a solution. If re-crystallization occurs
it returns the lattice material to the solution, where it mixes with atmo-
spheric CO2. This mixing allows dilution of 14C by 12C which results in a
lower incorporation of 14C into the re-precipitated calcite. If a treatment
system based on calcium hydroxide dosing were applied to the most
contaminated groundwater present at the UK Sellaﬁeld site, these
removals would produce just over 1 kg solid residue (containing
~100 MBq total beta activity) per m3 treated and produce an efﬂuent
with a pH ≤ 9, containing 0.15 KBq L−1 of 14C and 0.62 KBq L−1 of Sr
after a single application.
11. Associated content
This includes additional experimental and XRD data, groundwater
compositions, Sr distribution coefﬁcients and reagent costings. Further
details of our kinetic model development are also provided along with
the full PHREEQC input script. This material is available free of charge
via the Internet at http://pubs.acs.org.
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